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EXPLANATION OF KINETIC TERMS 
KINETICS 


¢ The word “kinetic” was originally used to mean 
‘pertaining to motion’. For example, the kinetic 
theory of gases deals with properties of gases 
which are dependent on molecular motion. 


¢ In chemical reactions there is no motion, 
but there are changes in concentrations. 
The phrase ‘chemical kinetics’, which is often 
abbreviated to ‘kinetics’, is used to describe the 
quantitative study of concentration 
coanges with «ime, due to chemical 
reactions. 
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CLASSIFICATION OF 
REACTIONS 


¢ There are two ways of classifying reactions. The first 
is base on the “phase ope while the second is 
based on the “order of reaction’. 


* Chemical reactions can be divided into two broad 
categories—homogeneous and heterogeneous. |n 
the former case only one phase is haga and the 
system is uniform in composition throughout. 
Reactions in a single solvent in which no solid 
catalyst is used are homogeneous. So, too, are gas 
reactions that do not involve catalysts or free 
radicals. Some examples of homogeneous reactions 
are 


° H, + I, — 2HI (in the gas phase) 
* CH3COCI + CH30H — CH3CO.OCH3 + HCI (in the 
liquid phase) 
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¢ In heterogeneous reactions the mixture is not 
uniform throughout, and reaction occurs at 
phase boundaries. This is typically the case 
when solid catalysts are used as in the 
following examples. 

o alumina 

C,H,;OH => C3H, +H,O 

tungsten 
2NH3;3 = N, ip 3H; 


¢ The order of reaction, as will be explained 
later, is also used to classify chemical reactions 
in accordance with their kinetic behavior. 
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RATE OF REACTION 


° The precise meaning of the term ‘rate of reaction’ is not self- 
evident. A simple definition would be the mass of 
product formed in a given time under stated conditions. 
There are, however, two objections to this interpretation: 

(a) the concentration of reactants changes as the reaction 
proceeds, and hence constant conditions cannot be 
maintained, 

(b) the amount of product formed depends on the initial 
quantity of reactants as well as on their concentrations and 
chemical reactivities. 

These difficulties are overcome by defining the rate of 
reaction as the decrease in concentration per unit time 
of one of the reactants. Concentrations are usually 
expressed in moles per liter; the time in minutes or seconds. 
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This definition may be expressed more concisely 
using the notation of the differential calculus. 

If Ne represents the concentration of the 
reactant A, measured at time t, then the rate Is 
defined as 

rate = —d [A]/dt Equation 1;1 

The minus sign occurs because the 
concentration of the reactant decreases with 
increasing time. An alternative definition of the 
rate of reaction Is in terms of the product. 


If (a) represents the initial concentration of A 
and (x) represents the concentration of product 
at time (t nek 
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rte = + dx/dt 


— d(a — x) 


rete = 
di 


In equation (1.2) the sign is positive since the 
concentration products increases with time 


A typical curve of percentage 
reaction plotted against time is 
shown in the adjacent figure. It 
illustrates two general features of 
chemical kinetics. The first is that the 
amount of reaction in a given time 
interval decreases as the reaction 
proceeds. The amounts of reaction 
for two equal time intervals are 0 Tine 
shown on the graph. AB, which Figure 1.1. Variation of reaction rate with time 
corresponds to the earlier time, is 

much greater than CD. The rate of 

reaction, using (1.2), is given by the 

Slope of the curve, which clearly 

decreases with increasing thes"! SINETICS 


oo 


ies) 


Percentage reaction 


A 


RATE CONSTANT 


¢ (Alternative names are rate coefficient or 
specific reaction rate. Usual symbol Is k) 


¢ The rate constant is a measure of the rate 
of a given chemical reaction under specified 
conditions. It may be defined in words as the 
change in concentration of reactant or 
product per unit time in a reaction in 
which all the reactants are at unit 
concentration. The definition is helpful in 
that it gives some physical meaning to the 
rate constant. 
As an example, in the decomposition of 
benzene diazonium chloride in water 
CsH;N Cl aa H,0 = CsH;OH -- N, + HC1 
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* the rate constant is 4.24 x |0-4 at 40°C. From 
the definition, in one litre of a one molar 
solution, 4.24 x l0-4 moles of benzene 
diazonium chloride will react in one second at 
this temperature. It follows also that if the unit 
of time used in measuring the rate constant is 
changed from seconds to minutes, the rate 
constant will increase by a factor of sixty. 

The above definition of rate constant cannot 
a bs be used quantitatively because: 

(a) chemical reactions are not, in general, 
carried out with all the reactants at one mole 
per litre; indeed many reactants are not 
soluble to this extent. 

(b) even if the system were initially at unit 
concentration, aS soon as reaction occurred 
the concentrations would alter. Hence the 
definition is valid only where the amount of 
reaction in unit time is small. 
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¢ In order to obtain a precise definition, 
applicable to all cases, the calculus notation 
must be used. 
At constant temperature the rate of reaction 
depends upon the concentrations of the 
reactants, although it is not always directly 
proportional to them as would be implied by the 
law of mass action. In more formal language: 
rate of reaction = a constant multiplied by a 
function of the concentrations of reactants 

dx/dt=kxf(a,b,Cc,...) 

where k is the rate constant and a, b, c,... 
represent the concentrations of the reactants A, 
B, C,... at time ¢. The function f(a, b,, C,...) 
represents some mathematical expression that 
is a characteristic of the reaction. 
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¢ This function only involves the products of the 
concentrations, each raised to a certain power, 
and so it becomes unity when all the reactants 
are at unit concentration since In = 1, Under 
these conditions, therefore, dx/dt = k, which is 
the rate constant in agreement with the earlier 
definition. 
For a given reaction, the value of kis constant 
at a constant temperature, and Is a convenient 
quantitative measure of chemical reactivity. It 
must be stressed, however, that k increases 
rapidly with temperature, and so only valid 
when the temperature is kept constant. 
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RATE LAW 


¢ An equation like (1.4) which relates the rate of 
reaction to the concentrations of reactants is called 
the rate law or the rate equation. \|t is determined 
by experiment as will be explained later. In simple 
reactions the rate law takes one of the forms shown 
in TABLE 1.1. 
In complex reactions the rate law often takes a more 
elaborate form and fractional powers may occur. 
The rate laws (1.4) to (1.9) are differential equations 
and are referred to as the differential form of the 
rate law. They may be integrated to give the rate 
law in a form into which experimental results may be 
substituted directly. The result of the integration is 
referred to as the integrated form of the rate law. 
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TABLE 1.1. Typical rate laws 


Rate law Order 


dx _ if ye 0 
a, 7 KG xp=k 

dx 
dt 


— = k(a — x) 


dx _ 2 

i: kfa — x) 

dx — ——— — 
ap k(a — x)b — x) 


“== k(a — xb — x)* 
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ORDER OF REACTION 


¢ The word ‘order’ is used in pure mathematics in 
the classification of differential equations. The rate 
laws shown in TABLE 1.1 are all differential 
equations. In chemical kinetics, these equations 
are classified according to the order of reaction. 


The order is usually a small whole number, but 
In special cases it may have a fractional value or 
be zero, It is formally defined as the sum of the 
powers of the concentration terms that occur 
in the differential form of the rate law. Thus a 
reaction with rate law (1.6) is first order since the 
concentration term is raised to the power of unity. 
re and (1.8) are second order and (1.9) is thir 
order. 
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° Since any number to the power of zero equals 
one, (1.5) may be written dx/dt = k(a — x)° and 
is, therefore, of zero order. Rate laws and 
corresponding orders are shown in TABLE 1.1. 

It cannot be too strongly emphasized that the 
order of reaction is entirely an experimental 
quantity. |t can be measured experimentally 
without any prior knowledge of the mechanism of 
the reaction. This follows from the fact that the 
order is determined by finding out which rate law 
best fits the experimental data. The order can 
not be found by looking at the chemical equation 
for the reaction. Finally, it must not be confused 
with molecularity which is defined as follows. 
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MOLECULARITY OF REACTION 


¢ The strength of a chain cannot exceed the 
strength of the weakest link. There is a 
corresponding principle in kinetics, namely 
that the overall rate of a process cannot 
exceed the rate of the slowest stage. This 
‘bottleneck principle’ is frequently observed in 
everyday life. For instance, if a large crowd Is 
leaving a building which has only a few small 
exits (Such as a theatre or cinema), the time 
taken to empty the building is determined by 
the number of people who can squeeze 
through the doors per second. Whether people 
run or walk to the doors makes no difference 
to the rate of leaving; it merely affects the size 
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° If a chemical reaction has more than one 
consecutive stage, then the kinetics are limited 
by the slowest stage, which Is ‘rate 
cetermining . The molecularity of a reaction is 
defined as the number of molecules or ions 
that participate in the rate-determining stage. 
This definition is not quite precise, as in some 
cases it is not easy to explain the exact 
meaning of ‘participate’. All reactions pass 
through a transition state. If this is accepted, 
then the best definition of molecularity is (1¢ 
number of molecules or ions from which the 
transition state is formed. The molecularity is a 
theoretical quantity in that to evaluate it the 
mechanism of reaction must be known or 
assumed. 


22-2-2009 Chemical Kinetics 17 


* In contrast to the order, the molecularity is necessarily a 
small whole number and cannot be zero or fractional. The 
terms ‘unimolecular’ and ‘bimolecular’ are used to 
describe reactions which have a molecularity of one and 
two respectively . 


¢ In many cases the order and molecularity are equal, for 
example bimolecular reactions are usually of second 
order if the reaction occurs in one stage. 
Thus the thermal decomposition of hydrogen iodide 
2HI-> H> + I, 
is a second order bimolecular reaction, and the thermal 
decomposition of tertiary butyl alcohol 
t-C,H,OH =? CaHs + H,0 
is a first order unimolecular reaction. On the other hand, 
the reaction of iodine with acidified aqueous acetone 
CH3COCH3 +1, > CH3COCH,I + HI 
is bimolecular and of zero order. The oxidation of nitric 
oxide 
2NO +0, — 2NO0, 
is bimolecular and of third order. 
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HALF-LIFE (a/ways given the symbol 


ty 

¢ In some cases it is convenient to define the rate of 
a chemical reaction by stating the time taken for 5) 
per cent reaction to occur. This time is called the 
half-life. \t is widely used in describing the rates of 
radioactive decay in which the half-life is 
independent of the amount of material present . In 
general the half-life depends upon the (1/9) 
concentrations as well as upon the rate constant. 

If there is more than one reactant, then a precise 
value cannot be given to the half-life unless a 
particular reactant is stated. For example, ina 
bimolecular second order reaction between A and 
B, if the initial concentrations are in the ratio of 3 to 
2 then: 


¢ at the half-life of A, 75 per cent of B has reacted 
at the half-life of B, 33.3 per cent of A has reacted. 
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INTEGRATION OF THE RATE LAWS 


¢ The main problem dealt with here is that of 
converting the rate laws into a form from which 
the rate constant and order of reaction can be 
calculated. As mentioned in the discussion of 
equations (1.5) to (1.9), the rate laws for the 
different orders of reaction are differential 
equations since they all involve the term dx/dt for 
the rate of reaction (where x represents the 
concentration of product formed or reactant 
consumed at time t). 

In practice dx/dt cannot be measured directly, 
since the result of analyses at various times will 
give a series of values of concentration (x) 
corresponding to various times (t). There are, 
however, two methods that might be employed to 
derive the rate constant of the reaction. 
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¢ The first method is to plot a graph of (x) 
against (tf) and measure the slope of the curve 
at various values of x. This gives dx/dt which 
can then be substituted directly into the rate 


law to give the rate constant. For example, if 
the rate law is 


solved problem 
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¢ Calculations of a first order rate 
constant from the differential rate law. 


¢ The decomposition of benzene 
diazonium chloride in water at 40°C 


C,H; Cl+ HO — C,H;OH +HCl 
+N, 
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pressure 


cm Stars 
log (Po-P)  Po-P xylene t Decomposition of 
1.3545 22.62 0 0 . i 
So : benzene diazonium 
1.2667 1848 4.14 8 chloride at 40 Cin 
1.2235 16.73 5.89 12 
1.179 15.1 7.52 16 30 water 
1.1342 13.62 9 20 
1.0899 i232 bigs? 24 
1.0453 11.1 11.52 28 20 
0.968 9.25 13.33 35 
0.9112 8.15 14.47 40 
0.8573 750 5 15 AD 45 10 
0.8021 6.34 16.28 50 
0.6884 4.88 17.74 60 
0.6042 4.02 18.6 68 9 


0 2 4 8 12 162u ZPHES35 40 45 506068 ¥ 
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¢ The objection to the general use of this method, 
which is mathematically simple, is that it lacks in 
accuracy because of the difficulty of measuring 
the slope of a curve. This difficulty is accentuated 
if the curve is not completely smooth due to 
experimental errors in some of the points. 

The numerical measurement of the slope of the 
curve is avoided, in the second method, by 
integrating the rate equation before the 
experimental results are substituted into it. This 
converts the rate law from the differential form to 
an equation of the type 
kt = function of x = F(x), Say equation 2.2 
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¢ Using the function F(x) derived for the 
appropriate order of reaction, kcan be found 
directly by substituting values of x and t into 
equation (2.2). 

Small experimental errors can be dealt 
with by plotting a graph of F(x) against t and 
(either visually, or by the method of least 
Squares) drawing the best straight line 
through the origin and the points. This is a 
Straight line equation, the slope of the line is 
equal to k. 
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ZERO ORDER REACTIONS 


° These reactions are not common, but they do occur in 
some elerogeneous systems and in some solutions . 
The appropriate rate law for a zero order reaction is 

rate = constant 
ee mathematical symbol 


equation 


° where x is the concentratio 
_of product formed. 
Integrating with respect tot 

x = kt + constant Sire 
Since x = 0 whent = 0 (i.e. at the beginning of the 
reaction, no product has formed) the constant must be 
zero. Hence 

xX=kt 
equation 2.4 
The dimensions of k are concentration /time, i.e. mol |-1 s+. 
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¢ To calculate the half-life of this reaction 
the condition that t = t,,2 when x = 
a/2 (a being the initial concentration of 
the reactant) is substituted into (2.4) to 
give 

° a/2 = kt equation 2.5 

¢ Thus In a zero order reaction the half- 
life is proportional to the initial 
concentration of the reactant. 
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FIRST ORDER REACTIONS 


¢ These reactions are common and are often 

observed in solution where the solvent 
happens to be one of the reactants. Many gas 
phase reactions and radioactive decay 


equation 2.6 
Rearrangement gives: 


ree equation 


¢ Integrating the last equation, we obtain: 
— In (a — xX) = kt + constant. 

¢ Whent= O, x = 0 and hence 
— Ina = constant. 


¢ Substituting for the constant tn the 
equation, we get 


Ina —In(a—x) =kt equation 2.9 
This equation can be written ag; 


where n° is the initial number of atoms or ki = In 
molecules of the reactant and nis the ax 
number remaining at time t. It will be seen a 
from (2.10) that the value of kK depends on ki & infp'yn) 
only on the ratio of two concentrations, 
the dimensions of k being I/time, e.g. s’. 
»he,important practical point that follows 
from this is that the first order rate 
conctant can he calciilated from the 


Equation 2.10 


e Thus the first order reaction 
e RBr + C;HZ;0H —~ ROC;H; + HBr 


¢ (where R Is an alkyl group) can be 

followed by removing aliquots, cooling 
them rapidly and titrating the liberated 
HBr with alkali. The concentration of 
the alkali is not needed tn order to find 
k, since the ratio a/(a — x) which is 
required in (2.10) can be expressed as 
the ratio of two titrations. If 7 is the 
titration after ‘infinite’ ti 
titration after time t the rM@mmalil 
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¢ First order reactions have another 
important property which ts that the half- 
life (i.e. the time for 50 per cent reaction) 
does not depend on the initial 
concentration. This may be seen by 
Substituting in (2.10) the conditions for the 
half-life, namely that when t = ty2, xX = 
a/2, whence 


In2= kt 1/2 
i.e 


In2 06932 


ee 
=— 


ae” k 
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° The half-life is thus independent of the 
Initial concentration of the reactants. 

In other words, provided a reaction 
obeys strictly the first order equation, 
the time for 50 per cent reaction 
cannot be changed by altering the 
initial concentration. 

Industrially, this means that the batch 
time cannot be decreased by increasing 
the concentration of the reactants 
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Order 


SUMMARY OF RATE LAW IN DIFFERENTIAL & 
INTEGRATED FORMS 


aie ale 


216 


sat Sie 


Pd 


Rate law in 
differential 
form 


k(a — x) 


kla — x}? 


k(a — x 


= k(a — x)(b — x) 


Rate lawin 


integrated form 
| 
kt=x 
kt = In ( x) 
x 
kt = 7 (a — x) 


1 
kKi= 5q—x) ~ ia 


kt= > 


1 


in 2@ = 2) 


—~b~ alb— x) 


Dimensions of 
k 


mol 1-1 s~! 
st 


1 mol-! s-! 


-? mol? s-? 


1 mol-?! s~1 


Half-life 
proportional 
to 


Chemical Equilibrium 
& 
Rate of reaction 


What Is a reversible (balanced) 


When steam is passed over heated iron, Hz and Fe30, 
is formed. . On the other hand, when hydrogen is 
passed over heated iron oxide steam and iron are 
produced This is an example of reversible reaction. 


The direction of the reaction depends on many 
conditions. If in the above example hydrogen is 
removed as fast as it is formed, the reaction proceeds 
from left to right. If the steam is constantly removed no 
iron oxide remains. By having steam and iron ina 
closed vessel a state is reached in which all four 
substances exist together in equilibrium. The reaction 
is then a balanced one (reversible). 


There are many examples of reversible or 
balanced reactions in chemistry, e.g. 

N3 + 3H=§2NH3 
C,H5OH + C,H5Cl + HO 
N, + VAN@) 

The equilibrium in a balanced reaction is a 
dynamic one and not a static one; that is the 
substances are still reacting but the velocities 
of forward and backward reactions become 
equal. 


Activation Energy and Reversibility of 
Reactions 


Consider a reaction like: 


A C orA Bin either case the 
breaking of chemical bonds or their rearrangement 
requires absorption of energy - usually in the form of 
heat. The energy which the molecule must acquire 
before it can react is called activation energy E;. 


E, and rate constant kK are related by Arrhenius 
equation: 


E 
Ink=InA- 
RT 


¢ At two different Temperatures T, and T2, we can show 
that : 


k 
logio reg 


les, T> - Wi | 
~ 2.303R 
e The activation e ou Tito 


calculated from the above equation if k, and kz (the 
rate constants) are known at 7; and 7;respectively. R 
being the molar gas constant. 

* Remember that the activated complex can be reached 
from both sides provided colliding species posses the 
required activation energy. 


Activated complex 


Reactants 
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Conditions Affecting 
Chemical Change. 


¢ The chief factors affecting chemical 
reactions are the following: 


Physical state of the reactants 
Temperature 

Concentration 

Pressure 

Catalysts 

Light 

We Shall deal with these one by one. 
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General remarks 


¢ A chemical reaction can be influenced by the prevailing 
conditions in two ways. There may be an effect 


¢ (i) on the rate at which the reaction proceeds and 


° (ii), when the reaction is a balanced one, on the 
proportions of reactants and resultants in the final 
equilibrium mixture. It is often of the utmost 
importance to distinguish the effect of a given set of 
conditions on (i) and (ii). The manufacture of many 
substances involves the use of balanced reactions and 
obviously the manufacturer must adjust his conditions 
so that, other costs being equal, the maximum yield 
may be obtained in the minimum time. 


1. Physical State of the 


Reactants 

¢ The rate of a chemical action is frequently affected 
by whether the substances are in solution or in 
solid form; if in solution, by the solvent employed, 
and, if solid by the state of aggregation of the 
particles. For example, if solid silver nitrate is 
mixed with solid sodium chloride no action occurs, 
while in solution reaction is immediate. Again, ethy| 
chloride or bromide when mixed with an aqueous 
solution of silver nitrate gives a precipitate of silver 
halide only very slowly. With an aqueous-alcoholic 
solution of silver nitrate precipitation is rapid. The 
more finely divided a metal the more quickly 
does it burn in oxygen or chlorine. Even lead 
bums when sprinkled into oxygen in the form 
of minute particles 


2. Temperature 


Temperature influences the rate of a chemical 

reaction and, in the case of a balanced 

reaction, the final position of equilibrium. 
Effect on Reaction Rate 


The rate at which a reaction either goes to 
completion or reaches equilibrium is always 
increased by employing a higher 
temperature. It is a common practice in the 
laboratory to heat substances together to 
make them react more quickly. 


2. Temperature.......continue 
d 


¢ The increase in rate of reaction with rise of 
temperature is not simply due to /ncrease in the 
average molecular velocity resulting in a greater 
number of collisions per second. For many 
reactions the reaction rate is roughly doubled by 
a rise in temperature of 10°C. However, for a gas 
or mixture of gases of concentration 1 mole per 
dm3 the increase in collision frequency for a rise 
of 10°C is only about 1 per cent The explanation 
for the observed increase in reaction rate is be 
found in the increased number of molecules 


which acquire the activation energy. 


2. Temperature.......continue 
d 


¢ The curves in this figure illustrate 
Maxwell's distribution law of molecular 
velocities (or kinetic energies). The number 


of molecules with an energy 
equal to, or greater than, 
_E, increases rapidly with § 
rise of temperature. 


2. Temperature.......continue 
d 


¢ Effect on Position of Equilibrium 

¢ In nearly all balanced reactions the equilibrium 
point varies with the temperature. The 
direction of the change is given by van't 
Hoff’s law of mobile equilibrium; 
Ifa system is in equilibrium raising the 
temperature will favour that reaction which is 
accompanied by absorption of heat, and 
lowering the temperature will favour that 
reaction which is accompanied by evolution of 
heat. 


2. Temperature.......continue 
d 


¢ This law is a particular application to 
temperature of the much wider 
generalization known as Le Chatelier's 
principle, which states: /f a system in 
eguilibrium Is subjected to a constraint, that 
Change takes place which tends to remove 
the constraint 


¢ The principle applies to both physical and 
chemical equilibria. Consider the following 
; In all these reactions 


heat is evolved in the 
forward reaction 


¢ We can predict from these laws that an 
increase in temperature will move the point of 
equilibrium in these reactions to the left and a 
decrease 
in temperature will move it to the right. 


¢ The explanation of the effects of change of 
temperature on position of equilibrium again 
lies in the change in the number of molecules 
possessing activation energy. In a balanced 
reaction there are different activation 
energies for the forward and backward 
reactions. Raising the temperature increases 
the number of molecules with these activation 
energies, but the number is not increased in 
the same proportion in the two cases. 


3. Concentration 


Effect on Reaction Rate 
Generally, substances react together more 
quickly at higher concentrations . 
Consider the reaction which is of the elementary 
type A B+ C itis found that the rate at 
which A is disappearing at any instant is directly 
prop to the concentration of A. that is 
Rate of reaction = k [A] (where k= Rate 
const ) 
(Note the effect of T on the rate of reaction 
already been discussed) 


3. Concentration.......cont 


¢ Rate of reaction for two reacting substances is 
=k{A][B] or if they are alike =k [A]2 
Effect on position of equilibrium 
Law of Mass Action: states that in a reversible 
reaction there Is a fixed relationship at a given T 
between the molar conc. of the products and 
those of reactants in the equilibriggZwp 


_ [CID] 
Sk, ~ TATBI 


A+B 


At equilibrium we can write: 
K is a constant known as the equilibrium constant. 
Its value varies with the temperature. 


CoH,OH +CH;COOH = CH.COOCH, +H,0 


Discuss this reaction. 


If you have many reactants and products , the K 
expressed as follows: 


pPA+@B+rC == DHE 
_ DMEPIF? 
~ [APIBIICE 


What’s the big deal with this equation? 


Displacement of position of 
equilibrium 
If the concentration of any one 
of the substances Is altered 
concentrations of the other 
substances must change so < 
to keep K constant. 


Thus, if [D] is increased by adding D from 
outside, [C] will decrease by combination of 
C with D to give more A and B. Thus K will be 
kept constant by decrease in [C] and 
increase in [A] and [B]. Conversely a 
decrease in [D] will be followed by an 
increase in [C] and a decrease in [A] and 
[B].In both cases the effects are in 
accordance with Le Chatelier's principle 

since | the changes are such as to minimize 


4. Effect of the Pressure 


Since pressure has a negligible effect on 
the volumes of solids and liquids, it 
affects only those reactions in which 
gases are involved. 


Effect on Reaction Rate. An increase of 
pressure on a gaseous system Is 
equivalent to an increase in the effective 
concentration of the reacting substances. 
It follows that the rate of a reaction is 
greater at higher 


e When the reaction occurs with change of 
volume the effect on the equilibrium point can 
be predicted by means of Le Chatellier's 
principle. When increased pressure is applied to 
a system in equilibrium the system reacts so as 
to oppose the increase in pressure that is, the 
equilibrium point moves in the direction which 
IS accompanied by decrease of volume. 
Conversely, a decrease of pressure favours that 
reaction which is accompanied by increase of 
volume. 


Industrial applications of 
previous laws and principles 


2SO2, +O, == = 2S03 A H=-188kj mol" 


Applying the Law of Mass Action to this 


Ane eb SeHe ce Ac ran.12 
SO, can be increased by : 


1. increasing P 
2. Increase of O, (air which is very cheap) 


3. Since the reaction is exothermic an increase in T is 
not recommended BUT the reaction is too slow at 
low T. A catalyst is used V,O, by trial and error an 
optimum T of about 500 deg C is chosen for the 
reaction. 


Industrial applications of 
previous laws and principles 


Haber process for 


the production of 
ammonia 


Np +3Hb 2NH; A =-100KJ nx 


At room T and normal P, no reaction takes place. 
According to Le Chatelier principle; the yield of NH, 
is favoured by increase of P. 


In practice P is set at about 350 atm and T about 
550 deg.C. 


To control the reaction a catalyst in the form of 
finely divided Iron oxide F,0, with traces of 
aluminium oxide as an activator. 


Industrial applications of 
revious laws and principles 
: Bodh Process ah Hydrogen production. P 
In this process hydrogen is manufactured from 
steam and gas. 


The process consists of two steps. The first one is 
generate water gas by passing steam over white 
hot coke. 


passed over a heated catalyst of Fe,O3 with Cr,03; 
as a promoter. 


Since the forward reaction is exothermic, the 
yield is favoured by low T (Van’t Hoff law), but as 
the rate of reaction is slow at low T, an optimum 
of about 450 °C is used. 

There is no change in the number of molecules, 
therefore P has no effect. 

According to Le Chatelier principle by increasing 
the proportion of steam (cheap) the equilibrium 
iS displaced to the right. i.e. more H, is produced. 


CO, and any CO left is removed by dissolving in 
water under high pressure . CO is then removed 
by treating the gases with ammonical 
copper(|)formate. 


